The solubility of fenoxycarb has been determined between 278 and 318 K in several organic solvents. The solid phase at equilibrium and some indication of polymorphism has been properly examined by powder XRD, DSC, Raman and ATR-FTIR spectroscopy, solution 1 H NMR and SEM. Using literature data the activity of the solid phase within a Raoult's law definition has been calculated, based on which solution activity coefficients have been estimated. In ethyl acetate, the van't Hoff enthalpy of solution is constant over the temperature range and equals the melting enthalpy. However, it is shown that the solution is slightly non-ideal with the heat capacity difference term compensating for the activity coefficient term. In toluene, the van't Hoff enthalpy of solution is constant as well but clearly higher than the melting enthalpy. In methanol, ethanol and isopropanol, van Hoff curves are strongly non-linear, the slope however clearly approaching the melting enthalpy at higher temperatures. In all solvents, positive deviations from Raoult's law are prevailing. The activity coefficients follow a decreasing order of isopropanol > ethanol > methanol > toluene > ethyl acetate, and in all solvents decrease monotonically with increasing temperature. The highest activity coefficient is about 18 corresponding to about 2.5 kJ/mol of deviation from ideality.
Introduction
Prediction of melting point and solubility of a compound is of high interest in pharmaceutical research since it has a significant influence on the bioavailability of drugs and provides a basis for process design. Industrial crystallization processes, considered the single most important unit operation in the pharmaceutical industry [1] because over 90% of all pharmaceutical products contain crystalline ingredients [2] , often require accurate knowledge of the solubility and melting point of the crystalline material or its precursors. Measuring solubility is not only time-consuming but also notoriously difficult, with inconsistencies in reported data existing even within the paper in which the data is published [3] . Melting points are sometimes impossible to measure experimentally when the solid phase of interest is metastable or becomes metastable (enantiotropy) at higher temperatures [4; 5] .
Thus, many techniques are being developed to predict solubility and melting point, though none are as yet sufficient to replace experimental work for accurate data [6] . A common method for estimating melting temperature is through linear extrapolation of solubility data in a van't Hoff plot, which assumes ideal solution behaviour and negligible heat capacity difference between solid and melt [7] .
More complex methods include classical Quantitative Structure-Property Relationship (QSPR) modelling [8] , group contribution methods [9] and correlating similar compounds [10] . Prediction of the solubility at different temperatures is done by the Hildebrand-Scatchard models [11] , as well as several methods that involve experimentally obtaining one or more solubility data points [6; 12] . As expected, the latter are far more accurate, with one method's modelled solubility matching the real solubility within 5 K on average [6] , while the former deviate on average by 150% [12] . Some of these methods also assume ideal solution behaviour and negligible heat capacity differences between solid and melt, while a recent one includes activity coefficients estimation [6] .
Fenoxycarb is an insect growth regulator with juvenile hormone activity [13] . It has chemical formula C 17 H 19 NO 4 and systematic name 2-(p-phenoxyphenoxy)ethylcarbamate. The molecular structure, Figure 1 , shows significant similarity to some pharmaceutical molecules, e.g. fenofibrate. Its melting temperature and enthalpy are reported as 326.31 K and 26.98 kJ mol -1 , respectively [14] . To our knowledge, the only previously reported solubility data is for water at 293.15 K (viz. 0.006 g / kg) [15] . Here, we report careful measurement of the solubility in several organic solvents. Using published calorimetric data [14] of melting properties and solid and melt heat capacities, we have rigorously calculated the ideal solubility, which is then used to estimate activity coefficients of fenoxycarb in the different solvents over the measured temperature range.
The solubility reflects the equilibrium situation between two different phases: the solute as a solid phase and the solute in solution. At least one third of all organic compounds are polymorphic, i.e. they can form different crystals structures. Since the physical properties differ for polymorphs of the same compound, the solubility of a compound depends on the polymorph, and it is vital that solubility measurements are associated with a proper identification and control of the solid phase [16; 17] .
Accordingly, this paper also contains an investigation of the solid phase for which the solubility data is determined, and some concerns about possible polymorphism are carefully analysed. To our knowledge only one crystal form of fenoxycarb has been reported, and recently we reported its structure for the first time [18] . 
Experimental
The purities and suppliers of all chemicals are reported in Table 1 . All materials are used directly without further purification. Fenoxycarb is received as a large, congealed mass; no amorphous content was found by powder x-ray diffraction. 
Solubility
Solubility was determined using a modified form of a gravimetric technique previously described [16; 19] which is considered to be one of the most accurate methods for measuring solubility [3] . Solutions saturated at predetermined temperatures between 278 and 318 K were created by adding an excess of solid fenoxycarb to a solvent in a sealed vial (30 ml, PTFE/EDPM screw cap), equipped with a magnetic stirring bar (0.5 x 0.128 in), placed on top of a submersible magnetic stirring plate (2Mag) in a temperature-controlled water bath (Grant GR150, stability ± 0.005 K and uniformity ± 0.02 K at 310 K). The temperature of the water bath was measured with a calibrated digital thermometer (Dostmann P650, accuracy ±0.03 K). The solutions were stirred for 12 hours at 400 rpm, followed by a 6 hour settling period during which the stirring was turned off. Syringes (5 ml) and syringe filters (0.2 µm PTFE) were pre-heated/cooled to the same temperature as the water bath. These were then used to filter ~0.5 ml of the supernatant into pre-weighed glass vials, which were quickly sealed to prevent evaporation. The vials were weighed, uncovered and placed in a fume hood for solvent evaporation, weighed regularly until fully dried (< 0.1% mass loss over 48 hours) and the solubility calculated. The balance used had an accuracy of ±0.0001 g. To test the repeatability of achieving an equilibrated solution, the solubility at 278, 283 and 288 K was determined in duplicate. The repeatability of the filtration and drying processes was tested by filtering and drying the 293, 303 and 313 K supernatants in duplicate. The concentration of a known solution of fenoxycarb in isopropanol was also determined by the same gravimetric method and differed only 0.25% from the known concentration.
To verify that 12 hours dissolution is sufficient to achieve equilibrium, saturation was also approached from supersaturation as follows. The solutions were heated 10 K above the desired temperature and stirred for 12 hours, allowing most of the excess solid to dissolve. The water bath was then set to the desired temperature, and the solutions left stirring at this temperature for 12 hours. The solids were allowed to settle for 6 hours and the supernatant analysed as above. This was done only for the lowest temperature analysed (i.e. 5 K) since it was presumed that reaching equilibrium would be slowest at this temperature.
Solid Phase Characterisation
A ¼ inch diameter immersion probe attached to a Kaiser RamanRxn2 Analyzer with an Invictus 785 nm NIR laser set to 100 mW was used to obtain the Raman IR spectra of the solutions and undissolved solids used in 2.1 by direct insertion of the probe into the vials. iC Raman software, version 4.1, was used to collect the spectra from 150 -3,400 cm -1 with an exposure time between 15 and 45 s (calibrated for each sample to give a pixel fill of around 50% at the detector), 3
accumulations, a resampling interval of 1 cm -1 , cosmic ray removal and intensity correction. Solvent subtraction yielded the spectra of the dissolved and undissolved fenoxycarb.
Before drying and without any sample preparation, the excess solids (in the form of slurries) were removed from the solubility vials using a spatula and placed on a PerkinElmer Universal ATR Sampling Accessory attached to a PerkinElmer Spectrum 100 FT-IR instrument. The IR spectrum between 600 and 4,000 cm -1 was collected using 4 background-subtracted co-added scans. The samples were then dried and ground using a mortar and pestle and analysed again by ATR-FTIR.
Filtration could not be used during the drying process because clogging of the pores would occur due to the thickness of the slurry, and so unaided air drying at room temperature (because of the low melting point of fenoxycarb and to prevent any potential phase transformation) was employed.
Dried samples both before and after grinding were spin-coated with gold and analysed using a JEOL CarryScope Scanning Electron Microscope JCM-5700. Dried, ground samples were also placed on a silicon crystal zero-background disc, smoothed using a glass slide and then analysed using a Phillips PANalytical X'Pert MPD Pro with PW3064 sample spinner using a Cu Kα source (λ = 1.5418 Å), The Kaiser RamanRxn2 Analyzer was then used to obtain the Raman spectra of the dried, ground samples. Operating conditions were the same as above except using an MR Probe in an enclosed sample container for non-contact analysis instead of an immersion probe.
Results & Discussion

Solubility
The solubility of fenoxycarb in various organic solvents at different temperatures is presented in Table 2 (as mole fraction) and shown graphically in Figure 2 (as g/g solvent). Values obtained by approaching saturation from supersaturation did not show any significant difference, confirming that the values in Table 2 represent the true equilibrium solubility at the given temperatures. The low CVs for the 278 K, 283 K and 288 K data confirm that achieving equilibrium is reproducible, while the low CVs at 293 K, 303 K and 313 K verify the repeatability of the drying process (see 2.1). Clearly the solubility is very high in all these solvents, partly reflecting that the temperature range is close to the melting point of fenoxycarb. Nordström and Rasmuson [6] evaluated different regression models for the solubility of various organic solutes in organic solvents, and found that in most cases a simple two-or three-parameter equation suffices to obtain a good fit to the data. However, it is found that for fenoxycarb in the solvents evaluated in the present work the temperature dependence of the solubility in the investigated temperature interval is more complex. The solubility data over the temperature range 278 -318 K was found to be satisfactorily described by Eqn. 1, which has been shown to provide good accuracy and robustness [6] . For ethyl acetate, a simpler function was used (linear with respect to 1/T) by setting two parameters equal to zero. x eq denotes the mole fraction solubility and T the temperature in Kelvin.
Coefficients of Eqn. 1 are given in Table 3 . 
Thermodynamics of the Solid Phase
Choosing the same reference state for the activity of the pure solid as for the solute in solution, viz. the pure compound as a supercooled melt at the same temperature, we have:
where a is the activity of solid fenoxycarb, being equal to the activity of the solute in the saturated solution, a eq, sometimes called the ideal solubility, and γ eq is the activity coefficient, defined within a Raoult's law framework. The solid-state activity is directly related to the Gibbs free energy of fusion, according to:
If calorimetric data is available, values of the enthalpy and entropy of fusion at a given temperature can be obtained by integration from the melting point T m :
where ΔH f (T m ) is the enthalpy change upon melting, and ΔC p is the heat capacity difference between the supercooled pure melt of the solute (used as reference state in the definition of the activity coefficient) and the solid. The melting temperature and the melting enthalpy of fenoxycarb are 326.31 K and 26.98 kJ/mol, respectively [14] . The heat capacity difference has been determined from the heat capacity of the solid and the melt [14] by linear extrapolation of the latter to the supercooled region, Figure 3 .
In the temperature interval 270 K -330 K, the heat capacity difference is accurately (R 2 = 0.998) described by a linear equation: and the Gibbs free energy, enthalpy and entropy of fusion can be calculated by: Figure 4 shows the Gibbs free energy, enthalpy and entropy of fusion versus temperature. Notably, the Gibbs free energy of fusion is a reasonably small difference between fairly large enthalpic and entropic contributions (~20% at 273 K, decreasing to zero at the melting point). In engineering literature the heat capacity terms are often neglected in calculation of the activity of the solid phase.
For comparison, Figure 4 also shows the corresponding curves using the approximation ΔC P = 0, i.e. the enthalpy and entropy of fusion are independent of temperature, leaving only the first term on the right-hand side in Eqn. 6. Notably, this approximation, although generally poor at temperatures far below the melting temperature [21] in this instance leads to only a small error in ΔG f . However, it is clear from Figure 4 that this is due to the influence of temperature on the entropy of fusion and on the enthalpy of fusion compensating each other. 
Solubility Temperature Dependence
The temperature dependence of the solubility yields the so-called van 
where R is the universal gas constant and Figure 5 shows the solubility data in a van't Hoff plot. While the curves for ethyl acetate and toluene are very linear, the alcohol curves are strongly non-linear. In most reported solubility data, a van't Hoff plot is presented as a straight or almost-straight line, and it is not uncommon to find implicit or explicit statements that a van't Hoff plot should yield a straight line, i.e. that the van't Hoff enthalpy of solution is independent of temperature [22] . However, it can be shown [6] that the full thermodynamic interpretation of the van't Hoff enthalpy of solution is given by:
The first two terms on the right-hand side in Eqn. 12 together represent the enthalpy of fusion at T, while the third term contains the temperature derivative of the activity coefficient at equilibrium, γ eq , in a saturated solution defined within a Raoult's law framework. It is to be noted that this term is not equal to the enthalpy of mixing, which explains why the van't Hoff enthalpy of solution differs from the thermodynamic enthalpy of solution [23] . It follows from Eqn. 12 that non-linearity of the van't Hoff curve can occur because the heat capacity term cannot be neglected, and/or because of the temperature dependence of the activity coefficient. The temperature derivative of the activity coefficient includes the effect of the strongly increasing concentration of the saturated solution with increasing temperature. The behaviour shown in Figure 5 agrees with that predicted by Nordström and Rasmuson [6] . For positive deviations from Raoult's law significant non-linearity may occur, leading to van't Hoff plots quite similar to those experimentally observed in the present work. It has also been shown [6] that all solubility curves should converge to the melting temperature/enthalpy of fusion at increasing temperature, which again is observed in our data.
In Figure 6 , the van't Hoff enthalpy of solution is shown together with its component terms (Eqn. 12), as a function of temperature for the five organic solvents. For the sake of this analysis, Eqn. 13, a three-parameter equation obtained from a 3 rd order polynomial with respect to 1/T, has been fitted to the experimental solubility data. With decreasing T m -T, Eqn. 13 exhibits the appropriate limiting behaviour as given by Eqn. 14 a-b, and the fit is only marginally worse overall than that obtained for Eqn. 1.However, as T approaches the lower limit of experimental data, the model starts to deviate in its slope from the experimental data, most clearly seen for ethanol and isopropanol. For this reason, the lower limit of the temperature range in Figure 6 (and in Figure 7 and 8) is 280 K. It can be seen in Figure 6 that the heat capacity term (i.e. the difference between the red and the green curve) has a relatively weak influence on the van't Hoff enthalpy of solution, and that it is chiefly the third term in Eqn. 12, the enthalpy change related to dissolving the solute into the solvent, that governs the shape of the van't Hoff curves, in particular for the alcohols.
The van't Hoff plot in ethyl acetate forms a straight line (R 2 value of the linear fit is 0.9999) reaching ln x = 1 at the melting point of 326.31 K. The resulting constant van't Hoff enthalpy of solution in ethyl acetate is essentially identical to the reported enthalpy of fusion at the melting point, 26.98 kJ/mol [14] . Accordingly, the ethyl acetate solution could easily have been mistaken for a perfect ideal solution. However, Figure 6 shows that the heat capacity term is far from negligible but is very well compensated for by the activity coefficient derivative term in ethyl acetate. In toluene, the van't Hoff enthalpy of solution becomes somewhat higher as the activity coefficient term is larger (i.e. the temperature derivative is more negative). In the alcohols, the activity coefficient term dominates completely, and depends significantly on temperature.
Solution Activity Coefficients
Inserting the calculated solid-state activity according to Eqn. 6 together with solubility described using Eqn. 13 into Eqn. 2 allows us to estimate the activity coefficient as a function of temperature in the different solvents, Figure 7 . In ethyl acetate the maximum value of the activity coefficient within the experimental temperature range is 1.17 and in toluene it is 1.71, in both cases at 278 K. In methanol and ethanol the values are clearly larger and in isopropanol the activity coefficient ranges up to about 18 in the temperature range investigated. All solutions show positive deviation from Raoult's law and the activity coefficients gradually approach unity with increasing temperature. Activity coefficients close to unity suggest that solute-solute, solute-solvent and solvent-solvent interactions are roughly equal (ideality), while coefficients greater than unity imply solute-solvent interactions significantly weaker than either solvent-solvent interactions and/or solute-solute interactions. Thus it is evident that the alcohol molecules interact more strongly with each other than with fenoxycarb molecules while all intermolecular interactions in fenoxycarb solutions of ethyl acetate and toluene are fairly similar in strength. This is probably owing to the fact that alcohols are both hydrogen donating and accepting while ethyl acetate and toluene are hydrogen bond accepting only. 
Solid Phase Identification
It is conceivable that the strongly non-linear van't Hoff plots in the alcohols could be a mix of two Ex-situ ATR-FTIR analysis of slurries and dried crystals was carried out in all solvents between and inclusive of the temperatures at which solubilities were determined. The same was done in-situ in isopropanol using Raman spectroscopy. However, in no cases were differences in spectra observed after solvent subtraction. This suggests that all crystals were of a single polymorph. Pressure induced polymorph conversion during IR measurement [4] is unlikely as the Raman results, which involve no pressure application, also show no evidence of polymorphism.
Powder XRD analysis resulted in two slightly different diffraction patterns, one for type 1 and the other for both 2 and 3 ( Figure 11 ). There are apparent differences in peak position which occur only between about 18 and 25 °2θ, in which region peaks overlap and the signal does not return to the baseline. The small differences observed in the powder XRD data are typical of the effects of preferred orientation occurring due to slight differences in habits of the same polymorph, which can change peak intensity by up to 100%. [24] Although the habit of both types appears to be identical, it is plausible that the differences in crystal size, aggregation and orientation could lead to preferred orientation effects. Powder XRD spectra of ground crystals of all types (not shown) show no clear difference in preferred orientation. The samples analysed by powder XRD were also analysed on the same day by solution 1 Figure 12 ). In all cases only a single melting endotherm was observed, with a slightly different onset temperature for the different types, given in Table 4 . This difference partly remains after a meltingrecrystallization cycle. The slight reduction in melting point for the second cycle in both cases is expected since complete melting and recrystallization in the sample pan should improve heat transfer.
Due partly to the small number of scans (4 and 2, respectively), 95% confidence intervals for the extrapolated onset melting temperatures of types 1 and 2 overlap but all four type 1 values are higher than both type 2 values and closer to the literature value [14] . Values of the enthalpy of fusion for the second cycle were also higher for type 1 than 2/3, but with overlapping confidence intervals. Since the second DSC heat cycle is preceded by complete melting, the minor but significant difference in melting points and enthalpies of fusion between types 1 and 2/3 is most likely caused by a difference in impurity content, rather than differences in crystal size, shape or structure, as melting should remove all solid-state information. As higher impurity content is expected to decrease the melting point [25] , type 2/3 is hypothesized to be less pure than type 1. Our conclusion is that the observed crystal differences are due only to differences in impurities and crystal size, orientation and agglomeration. Probably, type 1 crystals are formed in the bulk of the solution under low nucleation rates, while the smaller crystals nucleate later, at the air-solution interface at higher nucleation rates, incorporating a larger share of the impurities.
Conclusions
Fenoxycarb is highly soluble in ethyl acetate, toluene, and the three lower alcohols at room temperature. All solutions show positive deviation from Raoult's law. However, in ethyl acetate and toluene these deviations are fairly weak while in the alcohols they are quite strong reaching a maximum activity coefficient in isopropanol of 18. The heat capacity correction to the enthalpy of fusion of pure fenoxycarb is not negligible at room temperature, but there is significant enthalpyentropy compensation as the temperature changes. The activity coefficient term in the equation for the van't Hoff enthalpy of solution is small in ethyl acetate and toluene but has a dominating influence in methanol, ethanol and propanol.
